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The reduction of carbon dioxide to alcohols and other multi-carbon organic molecules 
is of great economic and scientific interest. The economic aspect comes from the 
desire to use environmentally friendly fuel cells to power automobiles, an objective 
that will only be economically feasible with a liquid fuel (e.g. alcohols). The scientific 
interest stems from the new theories, proposed by Wächtershäuser and named as “Iron 
Sulfur World Theory”, which claim that the reduction of carbon dioxide at iron 
sulphide surfaces under the high temperatures and pressures experienced at deep 
ocean volcanic vents is the origins of all life.  
 
The work for this thesis consisted of two parts. In the first part the process of 
electrochemical synthesis of FeS has been studied for the desire to obtain pure FeS 
which would serve as electrodes in the second part. From the voltammograms of the 
Fe plate in electrolytes with various pH, it was found that the onset potential for the 
formation of the FeS layer at Fe electrodes shifted toward the negative direction with 
decreasing electrolyte pH. Furthermore, the structures of FeS deposits showed an 
increasing porosity with reducing electrolyte pH. Characterization of the synthetic 
FeS by XRD and SEM showed that the FeS produced at pH 11 and -0.5V (NHE) had 
the highest purity, so that the optimal conditions for preparation of FeS were pH 11 
and -0.5V (NHE). 
 
 VII 
The second part of the project involved investigating the mechanism of CO2 
electroreduction at FeS and pyrite (FeS2) electrodes by using cyclic voltammetry and 
in situ surface enhanced Raman spectroscopy (SERS). This represented the first study 
of CO2 reduction at metal sulfides semiconductor electrodes. 
 
Voltammograms from FeS electrodes illustrated the suppression of H2 evolution in 
the presence of CO or CO2. The fact that CO showed stronger restriction ability 
suggested the formation of adsorbed CO intermediate during the electroreduction of 
CO2. However, in situ SERS study did not lead to a confirmation of the CO-formation 
mechanism, as the characteristic CO stretching peak was not observed. This may be 
due to the lost of the Ag needed to enhance the Raman signal during the experiments 
which is caused by the low stability of the FeS electrode itself. 
 
At FeS2 electrodes, a phosphate deprotonation process which can be represented as 
the following reactions, 
H2PO4– + e–→ Had + HPO42–               
Had + H2PO4–+ e–→ H2 ↑+ HPO42–             
was observed. It is the first time that this process is observed at a semiconductor 
electrode.  
 
From the voltammograms at FeS2 electrodes, it was proposed that CO2 was reduced at 
FeS2 electrodes through a step of CO adsorption. In situ SERS supported this proposal 
as Raman spectra collected in the CO2-saturated solution showed a characteristic CO 
 VIII 
stretching band at ~2080 cm-1, and this band increased in intensity and shifted to a 
higher wavenumber when the applied potential was decreased. This observation 
implied that adsorbed CO may be produced in the CO2-saturated solution by the 
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Electrochemical reduction of carbon dioxide (CO2) has been explored for some time, 
as it is one of the most important topics in chemistry in connection with environment, 
energy and natural resources for two primary reasons. Firstly, carbon dioxide is the 
ultimate by-product of all processes involving oxidation of carbon compounds and its 
increasing presence in the atmosphere since the beginning of the Industrial Revolution 
has given rise to widespread concern about possible consequences (the so-called 
“Greenhouse Effect”). Secondly, in view of the vastness of its supply, carbon dioxide 
represents a possible potential source for C1 feed stocks for the manufacture of 
chemicals and secondary fuels, representing an alternative to the current predominant 
use of petroleum-derived sources. Carbon reserves in the form of atmospheric carbon 
dioxide, carbon dioxide in the hydrosphere and carbonates in the terrestrial 
environment substantially exceed those of the fossil fuels such as coal and petroleum 
[1, 2]. 
 
The reduction of carbon dioxide and carbon monoxide to alcohols, explicitly 
methanol and ethanol, is of both immense economic and scientific interest. The 
economic aspect comes from the aspiration to have environmental friendly fuel cells 
to power automobiles, an intention which is only likely to be practicable if a liquid 
fuel can be used in the fuel-cell, with alcohols being the best candidate [3]. The fact 
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that carbon dioxide, being both available in nature and generated in huge amounts by 
human activities, constitutes an almost infinite source of carbon for synthesis of 
secondary fuels and intermediates [4]. The scientific attention stems from the theories 
which claim that the reduction of carbon dioxide at iron sulfide is at the very heart of 
the origins of life. Wächtershäuser, who has proposed the “Iron Sulfur World Theory”, 
suggested that FeS played a crucial role in creating the precursor chemicals of living 
cells. The reductive actyl-CoA pathway and the reductive citric acid cycle require a 
reducing agent. It has been put forword that oxidative formation of pyrite from 
FeS/H2S (or FeS alone) is the functional precursor of all biochemical reducing agents 
[5].  
 
1.2 Economic Interest of CO2 Reduction 
It is widely acknowledged that car usage leads to a broad range of air emissions that 
contribute to climate change and smog formation. Since the 1970’s, automobile 
manufacturers have been active in R&D programmes that aim at the development of 
efficient, clean and environmentally friendly vehicles. The characteristics of electric, 
hybrid and fuel cell vehicles have been compared with traditional internal combustion 
engine vehicles in terms of the driving range, speed, engine noise and fueling, the 
results showed that fuel cell vehicle had the best characteristics to become the low 
emission vehicle of the future [6].  
 
A fuel cell vehicle is defined as one driven by and electric engine that is powered by a 
fuel cell. The fuel cell converts an energy carrier (e.g., hydrogen) into electricity. 
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Hydrogen can be fueled directly in the vehicle or can be produced on board of the 
vehicle when other fuels, like gasoline or alcohol, are used as the primary fuel. 
However, the direct use of hydrogen necessitates large changes in the current fueling 
infrastructure and, due to its gaseous nature, requires novel on board storage 
technology [7]. To avoid these problems and use the existing gasoline infrastructure, 
the vehicle could be fueled with liquids either via conventional fuels (gasoline, LPG, 
or diesel) or alternative fuels (methanol or ethanol) that are subsequently converted 
onboard into hydrogen, which is then used to fuel the fuel cell. Initially methanol was 
considered the prime candidate liquid fuel; however, concerns over its toxicity have 
resulted in the promotion of ethanol (or larger alcohols) as an alternative. One major 
drawback is how to produce sufficient alcohol to meet the likely demand for fuel, 
although of course ethanol can be produced from biomass (e.g. from sugar cane or 
maize) there is simply not enough agriculture land-space in the world to supply even 
the vehicle fuel needs of the United States. One potential way of producing sufficient 
alcohol is via the reduction of atmospheric CO2, although this would then be a 
secondary fuel (i.e. the primary energy source would have to come from some 
non-transportable source, e.g. nuclear), its use would have the advantage of a net zero 
contribution to CO2 emissions into the atmosphere.  
 
1.3 Origin of Life: Iron Sulfur World Theory 
There are two alternatives concerning the origin of life: the origin may be 
heterotrophic or autotrophic. The theory of a heterotrophic origin assumes that the 
primitive Earth provided abundance organic molecules either through endogenous 
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synthesis or exogenous delivery. These are seen as self-organizing to the first 
reproducing entity [8, 9].  
 
In contrast, Wächtershäuser [5] put forward that metabolism was more fundamental 
than any of the cell machineries. He calls his own proposal “The Iron Sulfur World 
Theory” because he believes that metallic surfaces, particularly that of the common 
mineral iron sulfide, would have been promising facilitators, or catalysts, of the 
chemical reactions that created the precursor chemicals of living cells. 
 
The known extant patterns of metabolism are all highly evolved; however, they still 
satisfy the archaic pattern to a high degree. The patterns all have a complete (or 
interrupted and/or partially reversed) central autocatalytic cycle: the reductive citric 
acid cycle; and they all have a complete (or interrupted and/or reversed) pathway of 
initiation: the reductive acetyl-CoA pathway. In addition, all their biosynthetic 
pathways start from constituents of the reductive citric acid cycle and/or the reductive 
acetyl-CoA pathway [10, 11, 12, 13]. This archaic metabolism is an autotrophic 
metabolism because the reductive acetyl-CoA pathway and the reductive citric acid 
cycle build up carbon skeletons by carbon fixation through feeding on CO2, CO and 
COS [10, 11, 14]. These three chemicals are found in magmatic exhalations of 
volcanoes and deep-ocean hydrothermal vents and must always have been available at 
such sites.  
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Furthermore, in the reductive citric acid cycle, pyruvate is produced by a CO2 
molecule fixation to a thioacid (CH3-CO-SH) (see Reaction 1.1), which 
Wächtershäuser proposed could be driven by the oxidation formation of pyrite from 
FeS/H2S (or FeS alone) [15], according to Reaction 1.2, at the high temperatures and 
pressures found in magmatic exhalations of volcanoes and deep-ocean hydrothermal 
vents and must always have been available at such sites [5]. 
CH3-CO-SH + CO2 + FeS → CH3-CO-COOH + FeS2         (1.1) 
FeS + H2S → FeS2 + 2e- + 2H+       ΔG = -57.483 kJ/mol      (1.2) 
 
Cleary a fundamentally necessary step in this process is the formation of C-C bonds, 
therefore if it can be shown that the chemical potential of FeS is able to successfully 
reduce CO2 to a hydrocarbon with C-C bonds, it will support the iron-sulfur world 
theory that the primordial metabolism is autotrophic rather than heterotrophic, which 
is the main difference between Wächtershäuser’s and other people’s theories 
regarding the origin of life.  
 
1.4 A Brief Introduction to Mackinawite and Pyrite 
1.4.1 Mackinawite 
Mackinawite, first described by Evans et al. [16], has a tetragonal structure which 
consists of a distorted cubic-packed array of sulfur atoms with iron in some of the 
tetrahedral interstices but vacancies in the larger octahedral spaces [17]. Iron atoms 
are at the center of slightly distorted tetrahedra sharing edges to form sheets (Figure 
1.1). 
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The formation of mackinawite takes place in recent sediments via sulfate-reducing 
bacteria [18], and presently active hydrothermal systems or near midocean ridges [19]. 
The importance of mackinawite lies in its role as precursor to the formation of pyrite 
in sedimentary and hydrothermal systems. 
 
1.4.2 Pyrite 
In the cubic structure of pyrite (FeS2), each Fe atom is surrounded by an octahedral 
coordination of six S atoms and each S atom by a tetrahedral coordination of three Fe 
and one S atoms. The S atoms are arranged as in “pair of S atoms” located in the mid 
of the cube’s edges and in the center of the unit cell (Figure 1.2). 
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Pyrite is the most abundant and widespread sulfide mineral in the Earth’s crust [20]. 
The mechanism by which pyrite forms in nature is of scientific interest, as it has been 
suggested that the formation of pyrite form hydrogen sulfide and ferrous ions 
provided the first energy source for life (see Section 1.3).  
 
1.5 Electrochemical Reduction of CO2 
Since the world’s energy crisis in the early 1970’s, more people are interested in 
energy storage processes. The electrochemical reduction of CO2 is one of these 
processes since its hydrocarbon products can be used as fuels. In order to study the 
faradaic yield of the different products of this process, the electroreduction of CO2 has 
been conducted under various conditions such as using different electrode materials, 
solvents and supporting electrolytes [21–25]. 
 
Figure 1.2 Crystal structure of pyrite (FeS2) 
S 
Fe 
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The group of Hori [26] has tested various metals for CO2 reduction products. Table 
1.1 summarizes findings in neutral solutions. It can be seen that in most of the studies 
the main products of the carbon dioxide reduction were CO or formic acid. The 
production levels of significant alcohols were only observed at copper electrodes. 
 
Table 1.1 CO2 reduction at metal electrodes in 0.5M KHCO3 at 25℃ (Adapted for Ref.[19]) 
 
Faradaic effic. (%) Metal Potential 
(V vs 
NHE) CH4 C2H4 EtOH Pr
nOH CO HCOO- H2 
mA/cm2 
Cd -1.65 0.2 -- -- -- 8 66 18 5.5 
Sn -1.4 0.1 -- -- -- 5 73 13 to 
40 
5.5 
Pb -1.6 0.1 -- -- -- 0.5 81 4 to 
31 
5.5 
In -1.5 0.0 -- -- -- 1.5 95 3 5.5 
Zn -1.55 0.0 -- -- -- 3.3 to 
63 
17 to 85 2 to 
18 
5.5 
Ag -1.45 0.0 -- -- -- 61 to 
90 
3 10 to 
35 
5.0 
Au - 1.15 0.0 -- -- -- 87 0.7 7 to 
23 
5.0 
Ni -1.4 1.2 -- -- -- 0.0 0.3 96 5.0 
Fe -1.4 0.0 -- -- -- 1.4 2 98 5.0 
Cua -1.41 29.4 30.1 6.9 3.0 2.0 9.7 10.9 5.0 
a. The electrolyte was 0.1M KHCO3 
 
Jitaru [27] proposed that the initial stage of CO2 reduction is tunneling of an electron 
from the cathode surface to a CO2 molecule with the production of an active particle, 
a radical CO2-. 
CO2 + e- → CO2-                (1.3) 
On further reactions with this radical, carbon monoxide is formed as well as simplest 
organic compounds, such as formic acid or methanol.  
CO2- + 2H+ + e- → CO + H2O             (1.4) 
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CO2- + H+ + e-→ HCOO-              (1.5) 
CO2- + 6H+ + 5e- → CH3OH + H2O            (1.6) 
CO2- + 8H+ + 7e- → CH4 + 2H2O             (1.7) 
 
The formation of CO is catalysed by Au>Ag>Zn, the efficiency being in that order 
(Reaction 1.4), whilst at other metals from Groups IIB, IIIB and IVB formate is the 
dominant reaction product in the order of activity In>Pb> Sn>Cd. This is believed to 
be due to weak binding of the CO2 radical anions at these later metals [28], so that 
after forming at the electrode, free radical anions are protonated to produce formate 
ions (Reaction 1.5). 
 
The development of this process, depending on electrolyte type and pH, may lead to 
the production of more reduced and complex organic molecules, such as oxalic acid 
and saturated hydrocarbons. 
 
The mechanism of the electrochemical reduction of CO2 at different metallic 
electrodes has been studied by various approaches, such as cyclic voltammetry, in situ 
Raman spectroscopy, and infer-red spectroscopy. Formation of CO2- was 
spectroscopically confirmed in electroreduction of CO2 at a Pb electrode by 
Aylmer-Kelly et al. [29]. Hori et al. [30] observed CO adsorption and desorption 
peaks at -0.76V and -0.79V (both vs. NHE) in the voltammograms from Cu electrodes 
during the reduction of CO2, and in an in situ FTIRS (Fourier transform infra-red 
spectroscopy) study, in the same paper Hori et al. also reported a monopolar 
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downward peak at 2087cm-1 due to the CO adsorption. The in situ SERS (surface 
enhanced Raman spectroscopy) obtained from Ag and Cu electrodes during the 
electroreduction of CO2 showed CO stretch peaks at ~2000cm-1 [31]. These findings 
all support the mechanism of CO2 reduction proposed by Jitaru [27] that CO 
formation is the first elemental step of the electroreduction of CO2 in aqueous 
electrolyte. In the present project, the mechanism of CO2 electroreduction on pyrite 
(FeS2) and mackinawite (FeS) was studied by cyclic voltammotry and Raman 
spectroscopy. This represents the first attempt to study this reaction at semiconductor 
electrodes, rather than metallic ones. 
 
1.6 Electrochemical Methods 
The birth of electrochemistry happened in 1797 when Galvani, an Italian physiologist, 
found his frog’s leg twitched when sparks were generated from an electric machine 
[32]. Over the development for more than 200 years, electrochemistry now plays a 
dominant role in a vast number of research and applied areas. By the application of 
various electrochemical techniques, people are able to further study and understand a 
large number of formerly mysterious chemical phenomena. 
 
1.6.1 Potential-pH Diagram (Pourbaix Diagram) 
Potential-pH (E-pH) equilibrium diagrams, also called pourbaix diagrams, were 
originated for the theoretical prediction of oxidation-reduction catalysts and of the 
conditions under which oxidation and reduction reactions are possible or impossible 
in the presence of aqueous solutions [33]. Since the appearance of these diagrams, 
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they have rapidly evolved towards problems of the electrochemistry of metals, and 
corrosion in particular. The productiveness of the method caused them to be applied 
to all the elements-metals and non-metals, and its applications have developed greatly, 
spreading to other branches of electrochemistry and related fields. 
 
The E-pH diagram is constructed from the Nernst equation. For a electrode reaction, 
O + ne- → R                 (1.8)   








               (1.9) 
where eE
∅ is the standard potential of the couple O/R, and R, T, F are the gas constant, 
Kelvin temperature and the Faraday constant respectively, n is the number of 
electrons transferred in the reaction, cO and cR are the concentrations of oxidized (O) 
and reduced (R) species. At 25ºC (298K), the numeric values of the constants and of 
the conversions from logarithms of base e (ln) to logarithms of base ten (log) can be 








             (1.10) 
 
The E-pH diagrams give us a panoramic view of the “chemical configuration” of 
systems, predicted on a thermodynamic basis. However, the diagrams are based only 
on thermodynamic considerations and do not account for kinetic or mass transfer 
effects, they can, by themselves, solve a very limited number of problems. In this 
thesis the Porubaix diagram for the Fe-S-H2O system will be used as a guide to find 
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the optimum conditions for the production of iron sulfides. 
 
1.6.2 Cyclic Voltammotry 
“Voltammetry” is a family of techniques with the common characteristics that the 
potential of the working electrode is controlled (typically with a potentiostat) and the 
current flowing through the electrode is measured. “Cyclic voltammetry (CV)” is a 
linear-sweep voltammetry with the scan continued in the reverse direction at the end 
of the first scan. During the potential sweep, the potentiostat measures the current 
resulting from the applied potential. The resulting plot of current vs. potential is 
termed a cyclic voltammogram.  
 
Figure 1.3 illustrates the expected response of a reversible reaction  
O + ne-  R                (1.11) 
during a single potential cycle, assuming a solution initially containing only species O, 
with the electrode held initially at a potential where no reduction occurs. As the 
applied potential approaches the characteristic E° for the redox process, a cathodic 
current begins to increase, until a peak is reached. The direction of the potential sweep 
is reversed after the applied potential is beyond the region in which the reduction 
process takes place. During the reverse scan, R molecules (generated in the forward 
half cycle, and accumulated near the surface) are reoxidized back to O and an anodic 
peak results.  
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When the reaction involves adsorption and both the adsorbed and dissolved forms of 
O and R are electroactive, the cyclic voltammogramm will be different. In a process 
where the electron transfer is reversible, a pair of symmetrical peaks corresponding to 
the adsorbed species is expected to appear, due to the fixed amount of adsorbed 
reactant O that can be reduced. In a system with strong reactant adsorption, a 
post-peak arises (Figure 1.4a) while in a system with strong product adsorption gives 
rise to a pre-peak (Figure 1.4b). That is because an adsorbed reactant is stabilized with 
respect to electrode reaction and therefore reacts less readily, whereas product 
adsorption favors reaction [35]. 
Figure 1.3 Schematic cyclic voltammogram for a reversible process, initially only O 
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1.7 Raman Spectroscopy 
Although electrochemical methods are utilized to study solid-liquid interfacial 
processes, the electrochemically measurable parameters, such as current and potential, 
yield information regarding only the rate of reaction, the influence of diffusion, 
concentration, temperature, and so on. They cannot give information about the 
chemical identity, structure, configuration, and orientation of surface species. 
Therefore, there is a great need for techniques that can probe both kinetic and 
structural characteristics of a surface reaction. Ideally, such a technique would be 
Figure 1.4 Theoretical cyclic voltammograms for the reduction of O (adapted from 
Ref[32]) when (a) O is strongly adsorbed; (b) R is strongly adsorbed. The dashed 
lines indicate the response with adsorption, and the solid line that for a simple 
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combination of an electrochemical system with a spectroscopic method capable of 
being used in situ. Recent developments in the field of infra-red (IR) and Raman 
spectroscopies show that both are indeed suitable for in situ investigation of the 
interfacial region. Unfortunately water absorbs strongly in the infra-red region, 
limiting the use of IR spectroscopic technique in aqueous solutions. Therefore Raman 
spectroscopy was chosen for the work in this thesis. 
 
1.7.1 A Brief Introduction to Raman Spectroscopy 
Raman scattering is named after C. V. Raman, an Indian physicist. The Raman 
scattering was predicted by several groups [36, 37], however, the Raman effect had 
not been observed until Raman reported his experimental observation in 1928 [38]. 
 
When a beam of monochromatic light in the UV-visible region irradiates on a sample, 
some of the light is transmitted, some is absorbed, and the other is scattered in all 
directions (Figure 1.5). Most of the scattered light is elastically scattered, a process 
which is called Rayleigh scattering [39], and the scattered light has the same 
wavelength as the incident light. Raman Spectroscopy is based on the Raman effect, 
which is the inelastic scattering of the incident light [39]. The Raman scattering 
comprises a very small fraction, about 1 in 107, of the incident light. In Raman 
scattering, the wavelengths of the incident and scattered light are different.  
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Two distinct events are possible for the Raman scattering. The energy of the scattered 
radiation is less than the incident radiation for the Stokes line (Figure 1.6a) and the 
energy of the scattered radiation is more than the incident radiation for the anti-Stokes 
line (Figure 1.6b). Since at thermal equilibrium the number of molecules in a lower 
energy level is always larger than the number of molecules in the next higher energy 
level, the Stokes Raman intensity will therefore always be larger than the anti-Stokes 
Raman intensity [40, 41]. 
Figure 1.5 Simplified presentation of the Raman mechanism 




Raleigh scatter (ν0) 
 
Raman scatter (ν0 ±νm) 
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For a transition to be Raman active there must be a change in a component of the 
molecular polarizability. Polarizability is the ease of distortion of the electron cloud of 
a molecule by an electric field (such as that due to the proximity of a charged reagent). 
The polarizability depends on how tightly the electrons are bound to the nuclei [42]. 
For example, the symmetric stretch of a CO2 molecule which has a linear structure 
causes no dipole change and therefore produces no infra-red spectrum, but it is Raman 
active as it results in the magnitude change in the polarizability of the CO2 molecule 
(see Figure 1.7). 
Figure 1.6 Energy level diagrams for Raman scattering: (a) Stokes Raman scattering, 
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Raman scattering can occur with a change in vibrational, rotational or electronic 
energy of a molecule. However, in Raman spectroscopy only the vibrational Raman is 
considered and usually observed in the direction perpendicular to the incident beam. 
In Raman spectroscopy the vibrational frequency, νm as a shift from the incident beam 
frequency ν0, is measured. It is normal to report the Raman shift in terms of 
wavenumbers (1/λ) in units of cm-1 instead of frequency. 
 
Vibrational spectra of a molecule can be explained in terms of stretching and bending 
motions involving various bonds of molecules. Since the vibrational energy levels are 
characteristic of the bond between atoms these are chemical compound specific and 
correspond to wavelength shifts [43]. Measurements of these shifts enable 
Figure 1.7 The CO2 molecule and its polarizability ellipsoid during the symmetric vibration 
o c o c o o co o 
Symmetric Vibrational Motion 
Extended Equilibrium Compressed 
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identification of the scattering compounds. Moreover detail analyzing of peaks 
facilitates information regarding stoichiometry, stress and degree of crystallinity. 
Raman spectroscopy has become an important tool in providing in situ information 
about the chemical identity of the adsorbed species, protonation/deprotonation state, 
molecular structure, and orientation of adsorbates at surface [44]. However, not all 
substances are Raman active, and also as a considerable amount of material is 
necessary for its identification so some phases may be undetectable. 
 
1.7.2 Surface Enhanced Raman Spectroscopy (SERS) 
SERS was discovered by Fleischmann et al. [45] in 1974 who observed intense 
Raman scattering from pyridine adsorbed onto a roughened silver electrode from 
aqueous solutions. The SER scattering is a process in which the Raman scattering 
intensity of molecules adsorbed on certain rough metal surfaces is enhanced 
compared to the intensity expected for non-adsorbed species at the same 
concentration [46].  
 
SERS has been observed for a very large number of molecules adsorbed on the 
surface of relatively few metals in a variety of morphologies and physical 
environments. The largest enhancements occur for surfaces which are rough on the 
nanoscale. These include electrode surfaces roughened by one or more 
oxidation-reduction cycles, island films deposited on electrodes, and films deposited 
by evaporation or sputtering [47].  
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Silver is known to be the most effective and commonly used SERS supporting metal, 
however, gold is also used in some cases and occasionally copper [48]. In SERS 
experiments, a discontinuous layer of the supporting metal (usually Ag) is deposited 
on the top of the working electrode and the enhancement generated by silver is 
utilized to enhance the Raman scattering originated from the reaction taking place at 
the solid-liquid interface. It is vital to control the cathodic charge density of silver 
deposition to get the adequate size, shape and distribution combination of silver 
particles deposited on the surface to achieve the optimum enhancement but without 
generating a continuous silver film [49-51]. 
 
Many mechanisms were proposed to account for the SERS effect in the last two 
decades. They can be sorted into two classes which were called electromagnetic field 
enhancement and chemical enhancement. As their names imply, the former focus on 
the enhanced electromagnetic field which can be supported on metal surface with 
appropriate morphologies and the latter on changes in the electronic structures of 
molecules which occur upon adsorption [52, 53]. More recently a new enhancement 
mechanism involving charger transfer (CT) from electrode to electrolyte was 
proposed in 1998 by Chen et al. [54]. The SERS-CT enhancement mechanism is a 
process analogous to a Raman Resonance one, but in SERS experiments the incoming 
photon produces the resonant transfer of an electron from the metal (M) to the 
adsorbate (A) and vice versa [55]. 
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1.8 Thesis Layout  
The overall objective of this project was to study the mechanism of the 
electrochemical reduction of CO/CO2 at metal sulfide electrodes which included 
anodically grown FeS and the natural mineral material FeS2 (pyrite). A range of 
electrochemical techniques were employed to achieve the particular objective. 
 
Chapter 2 will outline the experimental approach which has been conducted to solve 
the research problem. 
 
In Chapter 3, the process of electrochemically synthesizing FeS will be described, and 
the optimal condition for preparation of FeS will be proposed. 
 
Various approaches, mainly voltammetry and Raman spectroscopy, were utilized to 
investigate the adsorption of CO or CO2 on electrode surface. Interpretation and 
correlation of the results which were obtained by different methods will be presented 
in Chapter 4. 
 
Finally, conclusions from the present study will be presented in Chapter 5 and 












[1] M. E. Vol´pin, I. S. Kolomnikov, Pure Appl. Chem., 33 (1973), 567 
[2] A. Behr, “Carbon Dioxide Activation by Metal Complexes”, 1988, VCH 
Publishers, New York, USA 
[3] M. Aresta, “Carbon Dioxide Recovery and Utilization”, 2003, Kluwer 
Academic Publishers, Boston, USA 
[4] H. Arakawa, M. Aresta, J. N. Armor, M. A. Barteau, E. J. Beckman, A. T. Bell, 
J. E. Bercaw, C. Creutz, E. Dinjus, D. A. Dixon, K. Domen, D. L. DuBois, J. 
Eckert, E. Fujita, D. H. Gibson, W. A. Goddard, D. W. Goodman, J. Keller, G. J. 
Kubas, H. H. Kung, J. E. Lyons, L. E. Manzer, T. J. Marks, K. Morokuma, K. 
M. Nicholas, R. Periana, L. Que, J. Rostrup-Nielson, W. M. H. Sachtler, L. D. 
Schmidt, A. Sen, G. A. Somorjai, P. C. Stair, B. R. Stults, W. Tumas, Chem. 
Rev., 101 (2001), 953 
[5] A. Brack, “The Molecular Origins of Life – Assembling Pieces of the Puzzle”, 
1998, Cambridge University Press, Cambridge, UK 
[6] K. Frenken, M. Hekkert, P. Godfroij, Technological Forecasting & Social 
Change, 71 (2004), 485 
[7] H. J. Morowitz, “Beginning of  Cellular Life”, 1992, Yale University Press, 
New Haven, USA 
[8] P. Godfroij, “The Transition Route of Low Emission Vehicles”, 2002, Utrecht 
University, Utrecht, Netherlands 
[9] K. D. James, A. D. Ellington, Oringins Life Evol. Biosphere, 25 (1995), 515 
[10] G. Wächtershäuser, Proc. Natl. Acad. Sci. USA, 87 (1990), 200 
[11] G. Wächtershäuser, Prog. Bioph. Mol. Biol., 58 (1992), 85 
[12] G. Wächtershäuser, Proc. Natl. Acad. Sci. USA, 91 (1994), 4283 
[13] C. Huber, G. Wächtershäuser, Science, 276 (1997), 245 
[14] G. Wächtershäuser, Microbiol. Rev., 52 (1988a), 452 
[15] G. Wächtershäuser, Syst. Appl. Microbiol., 10 (1988b), 207 
[16] H. T. Jr. Evans, C. Milton, E. C. T. Chao, I. Adler, C. Mead, B. Ingram, R. A. 
Berner, U. S. Geol. Surv. Prof. Pap., 475-D (1964), 64 
Chapter 1 Introduction and Literature Survey 
 23
[17] L. A. Taylor, L. W. Finger, Carnegie Institute of Washington Geophys. Lab. 
Ann. Rept., 69 (1970), 318 
[18] R. A. Berner, Am. J. Sci., 265 (1967), 773 
[19] D. J. Vaughan, J. R. Craig, “Mineral Chemistry of Metal Sulphides”, 1978, 
Cambridge University Press, Cambridge, UK 
[20] D. J. Vaughan, A. R. Lennie, Sci. Process Edinburgh, 75 (1991), 371 
[21] M. Azuma, K. Hashimoto, M. Hiramoto, M. Watanabe, T. Sakata, J. 
Electroanal. Chem., 137 (1990), 1772 
[22] H. Noda, S. Ikeda, Y. Oda, K. Imai, M. Maeda, K. Ito, Bull. Chem. Soc. Jpn., 63 
(1990), 2459 
[23] M. Watanabe, M. Shibata, A. Kato, M. Azuma, T. Shibata, J. Electrochem. Soc., 
138 (1991), 3382 
[24] A. Bandi, J. Schwarz, G. U. Maier, J. Electrochem. Soc., 140 (1993), 1006 
[25] R. M. Herna´ndez, J. Ma´rquez, O. P. Ma´rquez, M. Choy, C. Ovalles, J. J. 
Garci´a, B. Scharifker, J. Electrochem. Soc., 146 (1999), 4131 
[26] Y. Hori, K. Kikuchi, S. Suzuki, Chem. Lett., (1985), 1695 
[27] M. Jitaru, D. A. Lowy, M. Toma, B. C. Toma, L. Oniciu, J. Appl. Electrochem., 
27 (1997), 875 
[28] D.J. Schiffrin, Chem. Soc., 56 (1974), 75 
[29] A. W. B. Aylmer-Kelly, A. Bewick, P. R. Cantrill, A. M. Tuxford, Faraday 
Discuss. Chem. Soc., 56 (1973), 96 
[30] Y. Hori, A. Murata, T. Tsukamoto, H. Wakebe, O. Koga, H. Yamazaki, 
Electrochim. Acta, 39 (1994), 2495 
[31] I. Oda, H. Ogasawara, M. Ito, Langmuir, 12 (1996), 1094 
[32] D. B. Hibbert, “Introduction to Electrochemistry”, 1993, The Macmillan Press 
Ltd., London, UK 
[33] M. Pourbaix, “Atlas of Electrochemical Equilibria in Aqueous Solutions”, 1966, 
Pergamon Press Ltd., Oxford, UK 
[34] V. S. Bagotzky, “Fundamentals of Electrochemistry”, 1993, Plenum Press, New 
York, USA 
Chapter 1 Introduction and Literature Survey 
 24
[35] Southampton Electrochemistry Group, “Instrumental Methods in Electro- 
chemistry”, 1985, Ellis Horwood Ltd., Chichester, UK 
[36] E. Schrodinger, Ann. Phys., 81 (1926), 109 
[37] P. A. M. Dirac, Proc. Roy. Soc. London, A144 (1927), 710 
[38] C. V. Raman, K. S. Krishnan, Nature, 121 (1928), 501 
[39] M. Diem, “Introduction to Modern Vibrational Spectroscopy”, 1993, John 
Wiley & Sons Ltd., New York, USA 
[40] I. R. Lewis, H. G. M. Edwards, “Handbook of Raman Spectroscopy”, 2001, 
Marcel Dekker Inc., New York, USA 
[41] M. J. Pelletier, A. Arbor, “Analytical Application of Raman Spectroscopy”, 
1999, Blackwell Science Ltd., Malden, USA 
[42] C. N. Banwell, “Fundamentals of Molecular Spectroscopy”, 1972, McGraw-Hill 
Book Company Ltd., London, UK 
[43] W. A. England, M. J. Bennett, D. A. Greenhalgh, S. N. Jenny, C. F. Knights, 
Corros. Sci., 26 (1986), 537 
[44] J. E. Pemberton, in “Electrochemical Interface: Modern Techniques for In-situ 
Interface Characterization”, Ed. by H. D. Abruna, 1991, VCH Publishers, New 
York, USA 
[45] M. Fleischmann, P. J. Herdra, A. J. McQuillan, Chem. Phys. Lett., 26 (1974), 
163 
[46] R. L. Brike, T. Lu, J. R. Lombardi, in “Techniques for Characterization of 
Electrodes and Electrochemical Processes”, Ed. by R. Varma, J. R. Selman, 
1991, John Wiley & Sons Ltd., New York, USA 
[47] A. Campion, P. Kambbampati, Chem. Soc. Rev., 27 (1998), 241 
[48] B. Pettinger, in “Adsorption of Molecules at Metal Electrodes”, Ed. by J. 
Lipkowski, P. N. Ross, 1992, VCH Publishers, New York, USA 
[49] J. Giu, T. M. Devine, J. Electrochem. Soc., 138 (1991), 1376 
[50] C. A. Melendres, J. Acho, R. L. Knight, J. Electrochem. Soc., 138 (1991), 877 
[51] J. C. Rubim, J. Dünnwald, J. Electroanal. Chem., 258 (1989), 327 
[52] T. E. Furtad, Adv. Laser Spectrosc., 2 (1983), 175 
[53] K. R. Chang, L. B. Laube, CRC Crit. Rev. Solid State Mater. Sci., 12 (1984), 1 
Chapter 1 Introduction and Literature Survey 
 25
[54] X. Y. Chen, S. Z. Zou, K. Q. Huang, Z. Q. Tian, J. Raman. Spectrosc., 29 
(1998), 74 
[55] J. L. Castro, M. R. L. Ramírez, I. L. Tocón, J. C. Otero, J. Colloid and Interface 
Sci., 263 (2003), 357 
Chapter 2 Experimential 
 26
CHAPTER 2 EXPERIMENTAL 
 
2.1 Voltammetric Measurements at an Iron Electrode 
The study of electrodepositon mechanism of sulphides at an iron electrode was 
performed using cyclic voltammetry (CV). The start and reverse (or end) potentials, 
sweep rate and the number of cycles were the main parameters controlled. An ACM 
field machine (incorporates a potentiostat and a sweep generator) coupled to a 
computer in which the WinSeqV3 software had been installed was used. A schematic 






RE WE CE 
Cell 
Computer 
Figure 2.1 Schematic diagram of the experimental setup for voltammetric measurements. 
The ACM field machine incorporates a potentiostat and a sweep generator and frequency 
analyzer. 
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2.1.1 Cell Setup and Electrolyte Preparation 
A three-electrode cell was employed for the CV measurements and a schematic setup 
is shown in Figure 2.2. The counter electrode was a piece of platinum mesh, and an 
iron plate served as the working electrode. To minimize the damage on the standard 
calomel reference electrode (SCE) from the S2- and HS– ions in the test electrolyte, a 
double junction reference electrode was used, where the SCE was inserted in a 50ml 
syringe barrel instead of a syringe plunger and the syringe was connected to the test 
electrolyte by a soft plastic tube with 0.1M NaCl (Merck, 99.5%) solution filling in 
both the syringe chamber and the plastic tube. All potentials in this thesis are 
converted to the normal hydrogen electrode (NHE), assuming the SCE has a potential 
of 0.241V against NHE.  
 
Electrolytes were prepared by dissolving Na2S·xH2O (Merck, about 35% Na2S) and 
NaCl in distilled water (ca. 10MΩ, treated by a Milli-Q system). For a 0.05M+0.05M 
Na2S+NaCl solution, the pH was approximately 12.5. Appropriate amounts of 1M 
hydrochloric acid were added to adjust the pH to the required value (9 to 12). 
 




2.1.2 Iron Electrode Preparation 
The iron plate (thickness 1mm, Advent, 99.5%) was cut into a shape of 10mm×5mm. 
Both sides of the iron plate were exposed to the electrolyte. Prior to use, iron 
electrodes were ground with fine SiC paper (1200 grit), etched in concentrated HCl 
for about 1 minute and thoroughly rinsed with distilled water. They were then lightly 
polished again, washed successively with distilled water, acetone, distilled water, and 




Figure 2.2 Schematic diagram of the cell setup for voltammetric measurements at 
iron electrode 
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2.2 Electrosynthesis of Iron Sulfide (FeS) 
The electrosynthesis experiments were all conducted in a fume hood so as to avoid the 
toxic and irritating smell of the H2S vapor. Iron sulphide (FeS) was produced by 
potentiostatically polarizing the Fe electrode at -0.5V (NHE) at various pH values 
starting from the 0.05M+0.05M Na2S+NaCl solution with an ACM research 
potentiostat. The cell setup, the electrolytes and the electrode pre-treatment were the 
same as those of the voltammetric measurements in Section 2.1. As the adhesion and 
porousness of the electrodeposited FeS layer changes with pH, the layer started to 
peel off after different reaction durations in electrolytes with various pH values. 
Synthesis experiments were terminated when the product began to strip off so that as 
much product as possible was collected from the electrode’s surface. Collection of 
product from the electrolyte was avoided since a large quantity of NaCl from the 
electrolyte would have been included. 
 
The FeS layer was removed from the electrode surface, dried in a vacuum desiccator. 
To prevent sample oxidation, analysis was conducted immediately after drying. 
 
2.3 Characterization of Synthetic Iron Sulfide (FeS) 
2.3.1 X-ray Diffraction (XRD) 
The diffraction pattern of FeS was acquired by using a Bruker AXS D8 Advance 
diffractometer, with Cu-Kα radiation created at 40kV and 40mA. FeS product was 
ground into powder and loaded onto a rubber sample holder. Diffraction data were 
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collected between 10 and 70° 2θ, and the JCPS powder diffraction database was used 
for XRD patterns identification. 
 
2.3.2 Scanning Electron Microscopy (SEM) 
Surface structures of FeS particles were obtained by utilizing a Philips XL 30 FEG 
SEM. The working parameters of the microscope are shown in the scale bars on each 
of the pictures. All the pictures were taken under 5kV operating voltage unless 
otherwise specified. The quantitative analysis of FeS particles were conducted by 
using the Energy-Dispersive X-ray system (EDX) that was incorporated in the SEM 
instrument. 
  
2.4 Voltammetric Measurement at synthetic FeS and Natural Pyrite 
(FeS2) Electrode  
2.4.1 Cell Setup and Electrolyte Preparation 
Voltammetric measurements were performed using the same ACM field machine 
described in Section 2.1. Identical cell setup and electrolytes were used for both the 
FeS and natural pyrite electrodes. 
 
A conventional three-electrode cell was employed, with a piece of Pt mesh serving as 
the counter electrode and a calomel electrode (SCE) as the reference electrode. 
However, potentials in this thesis are reported on the normal hydrogen electrode 
(NHE) scale. 
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The main electrolyte solution used in this section was phosphate buffer, with various 
compositions of K2HPO4 (Merck, ≥99.0%) and KH2PO4 (J.T.Baker, 99.6%) to obtain 
the required pH. The pH value of a 0.1M K2HPO4+0.1M KH2PO4 buffer which was 
saturated with N2 or CO was 6.8, whereas the equilibrium pH of the same buffer 
saturated with CO2 instead became lower due to the release of protons by the reaction:   
CO2 + H2O → HCO3– + H+              (2.1) 
That points to an insufficient buffer capacity of the 0.1M K2HPO4+0.1MKH2PO4 
solution. In order to prepare a CO2-saturated solution with an equilibrium pH of 6.8, a 
composition of 0.15M K2HPO4+0.05M KH2PO4 was used as supported by Hori et al. 
[2] to prepare the CO2-saturated solution. 
 
The different gas-saturated solutions were prepared by purging N2, CO2 or CO for 20 
minutes respectively. Gases were all products of Soxal, with purity ≥99.95%, and 
were used without further purification. 
 
2.4.2 FeS Electrode Preparation 
The FeS synthesized by the procedure outlined in Section 2.2 was first ground into 
powder. FeS pellets with the thickness at about 1mm were prepared by applying 5kN 
pressure. The FeS pellet was attached to a cylindrical stainless steel whose end was 
drilled and tapped to allow a treaded connecter to be screwed in. Gallium-Indium 
eutectic was spread over the top of the stainless steel rod prior to attaching to the FeS 
to obtain an ohmic contact. This settlement was then embedded in a teflon tubing with 
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its inner diameter having the same value as that of the cylindrical stainless steel. A 
schematic diagram of the FeS electrode is shown in Figure 2.3a.  
 
2.4.3 Natural Pyrite (FeS2) Electrode Preparation 
The natural pyrite used for the electrochemical study was of Peru origin and the 
properties had been fully investigated by A. Wirasentana in an earlier study [3]. 
Crystals of natural pyrite were cut into nearly cubic shapes, etched in concentrated 
HF/CH3COOH/HNO3 (1:1:2) for 30-40 seconds, rinsed with distilled water and dried 
by N2 flow. One side of the natural pyrite cube was immediately attached to a 
stainless steel rod by Gallium-Indium eutectic to obtain an ohmic contact, and then 
this settlement was cemented in a teflon tube using non-conductive epoxy resin 
(Araldite) (see Figure 2.3b). The exposed surface area of the natural pyrite electrode 
was about 0.08cm2.  
 
Figure 2.3 Schematic diagram of the electrode design: (a)FeS; (b)pyrite 
     
(a)                                    (b) 
FeS pellet 
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Prior to measurements, the natural pyrite electrodes were polished with 1200 grit SiC 
paper followed by a rinse with ethanol and distilled water. The surface was then 
etched for 30-40 seconds in concentrated HF/CH3COOH/HNO3 (1:1:2) and rinse with 
distilled water again. The composition of the etching solution was proposed by 
Ennaoui et al. [4] who demonstrated, by XPS technique, that this treatment produces 
an oxide-free clean surface of pyrite. 
 
2.5 Surface Enhanced Raman Spectroscopy (SERS)  
To thoroughly investigate and understand the mechanism of the electrochemical 
reduction of CO2, the behavior of adsorbed CO2 or CO on metal sulfides electrodes 
was studied by using in situ surface enhanced Raman spectroscopy (SERS). 
 
Raman spectra were collected with a Dilor-Jobin HR 800 confocal Raman 
spectrometer. The excitation source was the 514.5nm line from an argon ion laser 
operating at the power of 40mW, focusing on the electrode surface which was located 
~1mm behind the quartz window of the electrochemical cell designed to 
accommodate three electrode system as illustrated in Figure 2.4. The spectral 
resolution of the Raman instrument was ±2.5cm-1. The Raman experimental 
arrangement is shown in Figure 2.5. 
 
The FeS and natural pyrite electrodee preparation and pre-treatment were the same as 
discussed earlier in Section 2.4.2 and 2.4.3. The silver deposition process required for 
SERS was performed immediately prior to the Raman experimentation. In situ SERS 
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was collected for the FeS and natural pyrite electrodes in CO- or CO2-saturated 
phosphate buffer solutions respectively. The procedures for collecting in situ Raman 
spectra from FeS or natural pyrite electrode were basically the same except that 
different electrodes were used. In situ SERS procedure was as follows: 
a. The FeS or natural pyrite electrode was pretreated properly; 
b. The electrode was next transferred to 1mM AgNO3-HNO3 solution 
(AgNO3, Riedel-de Haën, min 99.8%; HNO3, Merck, min 65%) and silver 
was deposited by passing 65mC/cm2 (for the FeS electrode) or 70mC/cm2 
(for the pyrite electrode) charge with the potential being held at 
-0.6V(SCE) [5]; 
c. The electrode was slightly washed with distilled water and then 
transferred, with a drop of protective water on the top of the surface, to the 
Raman electrochemical cell for in situ SERS observation. The electrode 
was placed flat in the cell at somewhere about 1mm behind the quartz 
window, with the cell filled by either CO-saturated 0.1M K2HPO4 + 
0.1MKH2PO4 or CO2-saturated 0.15M K2HPO4+0.05M KH2PO4 solution. 
d. An argon ion green laser (514.5nm) was focused onto the FeS or pyrite 
surface through a ×10 objective. A control spectrum was first obtained 
without applying potential for the CO- or CO2-saturated solution 
respectively. In situ SERS were then recorded at each 0.3V (for the FeS 
electrode) or 0.2V (for the pyrite electrode) interval towards the negative 
direction.  







































Figure 2.4 Electrochemical cell designed for in situ Raman spectroscopy (a) side 
view; (b) top view. 







Figure 2.5 In situ Raman instrumentation setup 
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Makinawite, a tetragonal sulfur-deficient iron (II) sulfide of composition FeS1-x with 
0<x<0.07 [1], is an important mineral mainly because of its role as a precursor to the 
formation of most other iron sulfide phases, such as greigite (Fe3S4), pyrrhotite 
(Fe1-xS), marcasite (FeS2, orthorhombic), and pyrite (FeS2, cubic) [2,3], among which 
pyrite (FeS2) is the most abundant. 
 
In the literature two major ways for synthesizing mackinawite are encountered. They 
involve either the precipitation of aqueous Fe2+(aq) by H2S [4] or the reaction of 
metallic Fe [5,6] with a dissolved sulfide solution. Dry synthesis of mackinawite [7] is 
less usual where dry iron sulfide is melted with either metallic Co and/or Cu are at 
high temperatures and then chilled; re-equilibration of the products at different 
temperatures then results in the mackinawite formation. Synthesis of mackinawite 
from elemental Fe and S has not been achieved. 
 
In this chapter, the process of electrochemically growing a mackinawite (FeS) deposit 
on the surface of a Fe electrode is studied by utilizing cyclic voltammetry, and the 
synthesized mackinawite characterized by using X-ray diffraction (XRD) and 
scanning electron microscopy (SEM). 
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3.1 Potential-pH Diagram of the Fe-H2O-S System 
The potential-pH (Pourbaix) diagram [8] for the Fe-H2O-S system at 25°C is 
presented in Fig 3.1. The diagram shows that the FeS compound has a wide domain of 
stability throughout the acidic and alkaline regions which cover the pH value from 1 
to above 14, indicating that FeS electrodeposition can be performed both from acidic 
and alkaline media. However, since the electrochemical synthesis was conducted in 
the laboratory, to avoid the toxic and irritating smelling H2S vapor, only electrolytes 
with pH values higher or equal to 9 were used. From the diagram, it can be seen that 
the potential range for the FeS stability is relatively narrow; therefore, the optimum 
electrodeposition potential was determined by cyclic voltammetry.  
 
 
Figure 3.1 Potential-pH diagram for Fe-H2O-S system at 25°C (adapted from Ref. 
[8]).        , water stability (A) and (B);        , dissolved iron 
species;         , S-H2S system;         , involving solid iron species 
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3.2 Voltammogram of the Iron Plate 
Figure 3.2 shows the voltammogram recorded for a stationary Fe electrode in 
0.05M+0.05M Na2S+NaCl electrolyte with the pH value at approximately 12.5. Peaks 
A1 and A2 correspond to formation of Fe(OH)2, Reaction (3.1) and of FeOOH, 
Reaction (3.2) respectively, based on the previous works of Shoesmith [9, 10] and the 
E-pH diagrams of Biernat [8]. 
Fe + 2OH–→ Fe(OH)2 + 2e–              (3.1) 
Fe(OH)2 + OH–→ FeOOH + H2O + e–              (3.2) 
The peak at -0.62V, A3, represents the depositon of element sulphur [11] at the pores 
and faults in the hydroxide and oxyhydroxide layer formed at peak A1 and A2. 
HS–→ S + H+ + 2e–                (3.3) 
The release of protons brings about a local decrease in pH in and around the 
hydroxide and oxyhydroxide layer, which leads to attack of the layer and eventual 
penetration to the base metal. The HS– ions then have access to the metal surface and 
cause the formation of black FeS at potentials positive of -0.5V [8]. 
Fe + HS–→ FeS + H+ + 2e–              (3.4) 
The current continues to rise after the sweep reversal showing that the surface is more 
active on the return cathodic sweep than on the forward anodic sweep. A reduction 
peak is observed, peak C1, presumably due to the reduction of iron sulphide formed in 
the positive going sweep. The cathodic peak C2 and C3 can be attributed to the reverse 
processes of Reaction (3.2) and (3.1) respectively. 
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Voltammograms for the same stationary Fe electrode in electrolytes with different pH 
values are shown in Figure 3.3. It can be seen that the onset potential of the iron 
sulphide growth (the potential where the oxidation current density rises dramatically 
after peak A3 or peak A2) shifts toward the negative direction with decreasing 
electrolyte pH. At pH values 11 and 10, the anodic peaks (A1 and A2) corresponding 
to the formation of hydroxide and oxyhydroxide layers are observed, and only the 
hydroxide formation peaks appears at pH 9. This observation is not surprising since 
when the proton concentration becomes high the hydroxide and oxyhydroxide layer 
formed at -1.2V to -1.0V are broken through soon after their formation and the 
deposition of iron sulphide takes place immediately, causing the current to rise steeply 
as large amounts of black iron sulphide are formed. 
Figure 3.2 Cyclic voltammogram recorded at a scan rate of 10mV/s for the Fe 
electrode in 0.05+0.05M Na2S+NaCl, pH 12.5 
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Figure 3.3 Voltammograms recorded at a scan rate of 10mV/s for the Fe electrode in 
0.05M+0.05M Na2S+NaCl, pH (a) 9; (b) 10; (c) 11; (d) 12; (e) 12.5. 
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3.3 Synthetic FeS 
The electrochemical deposition of FeS was performed potentiostatically at -0.5V 
(NHE) for various pH values starting from the 0.05M+0.05M Na2S+NaCl solution 
and adding drops of NaOH to increase the pH. The deposit grew rapidly at pH 9 and it 
appeared fairly spongy, whereas the growth rate declined with increasing pH and the 
film looked firm compared with the one produced at lower pH. At pH 12.5, the 
deposition reaction took place at an extremely slow speed so that the black product 
was not seen even after 48-hour reaction duration. Therefore only the black powders 
formed at pH 9, 10, 11 and 12 was analyzed. 
 
X-ray diffraction patterns (Figure 3.4) for FeS produced at different pH values were 
basically the same, with relative line intensities and positions in good agreement with 
JCPDS-86-0389 for makinawite. Standard XRD patterns for JCPDS-86-0389 
makinawite (tetrahedral – ditetragonal dipyramidal structure) [6] and three other FeS 
iron sulfides that have been synthesized in laboratoies and reported in the literature 
(JCPDS-80-1026 FeS iron sulfide [12], JCPDS-80-1028 FeS iron sulfide [12], and 
JCPDS-80-1029 FeS iron sulfide [12], all three have hexagonal based structures) are 
also shown in Figure 3.5 for the readers’ reference. Additional peaks due to NaCl 
were found from those powders formed at pH 9 and 10, and Fe peaks from the 
product deposited at pH 12. 
                                      











































Figure 3.4 XRD patterns of mackinawite obtained at various pH (a) 9; (b) 10; (c) 11; 
(d) 12.  , makinawite;  , NaCl;  , Fe 






































































Figure 3.4 XRD patterns of mackinawite obtained at various pH (a) 9; (b) 10; (c) 11; 
(d) 12.   , makinawite;  , NaCl;  , Fe 
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Figure 3.5 Standard XRD patterns for (a) JCPDS-86-0389 FeS makinawite (tetrahedral –
ditetragonal dipyramidal structure) [6]; and three laboratory synthesized iron sulfides 
from the published literature (all three are hexagonal based structures )(b) 
JCPDS-80-1026 FeS iron sulfide [12]; (c) JCPDS-80-1028 FeS iron sulfide [12]; (d) 
JCPDS-80-1029 FeS iron sulfide [12]. 
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Quantitative analysis of the mackinawite samples synthesized at different pH values 
was conducted by the EDX attachment on the SEM equipment. Table 3.1 shows that 
Na and Cl are found in mackinawite synthesized at pH 9 and 10, and that the 
percentages of Na and Cl decreased with increasing pH value. However, these two 
elements are both absent from the mackinawite produced at pH 11 and 12. For the 
mackinawite formed at pH 11, the chemical percentages of Fe and S are 62.87 wt. % 
and 37.13 wt. % respectively, which basically accords with Fe 63.64 wt. % and S 
36.36 wt. % for stoichiometric FeS. However, when it comes to the mackinawite 
produced at pH 12, only Fe and S are detected and the percentage of Fe is higher than 
that expected for stoichiometric FeS. The summary of EDX reports is consistent with 
the XRD patterns obtained from the mackinawite samples produced at the different 
pH values in that NaCl is detected in samples from pH 9 and 10, excess (elemental) 
Fe is found in the sample from pH 12, and the sample produced at pH 11 is a 
homogenous phase not containing impurities from either electrolyte of substrate.  
 
Table 3.1 Summary of EDX reports for synthetic Mackinawite samples synthesized at 
different pH values 
 
Chemical Composition of Mackinawite (wt. %) 
pH 
Fe S Na Cl 
9 58.66~60.29 32.25~33.91 2.25~3.54 3.54~5.53 
10 61.96~63.28 34.75~35.61 0.42~1.34 0.68~1.95 
11 62.87~64.96 35.04~37.13 - - 
12 66.25~68.38 31.51~33.68 - - 
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The surface morphologies of the deposits prepared in different pH solutions are 
presented in Figure 3.6. It can be seen that structures show an enhancing porosity as 
the electrolyte pH value decreases. At pH 12, the deposit was made up of closely 
packed grains with particle sizes ranging from 100-200nm. As the pH became lower, 
the deposit turned less compact, with increments in both the particle size and the pore 
size (see Table 3.2 for the estimated particle and pore sized of the synthesized 
mackinawite produced in different pH solutions). The dependence of the deposit on 
the pH is consistent with the observation during the makinawite growth that firmer 
layers were formed in higher pH solutions. This probably explains the presence of 
NaCl and Fe impurities observed in the XRD patterns of synthetic makinawite. It is 
easy for porous substance to trap solution species, so that NaCl was found only in 
spongy makinawite formed at pH 9 and 10. However, as the makinawite layer 
becomes firm and tightly adherent to the Fe substrate, elemental Fe is inevitably 
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    (a)          (a’) 
    (b)          (b’) 
    (c)          (c’) 
    (d)          (d’)              10µm
            10µm
             10µm
             10µm
         2µm 
         2µm 
         2µm 
         2µm 
Figure 3.6 SEM images showing the structures of FeS deposited at different pH values, (a) 
pH 9; (a’)pH 9, magnified (a);(b)pH 10; (b’)pH 10, magnified (b’); (c)pH 11; (c’)pH 11, 
magnified (c); (d)pH 12; (d’)pH 12, magnified.         
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Table 3.2 Estimated particle and pore sized of the synthesized mackinawite produced 
in different pH solutions 
 
Structure of Synthesized Mackinawite pH 
Particle Size (µm) Pore Size (µm) 
9 1-2 1-3 
10 0.2-0.5 0.8-2 
11 0.1-0.4 0.1-1.5 




In this chapter, the solution pH and applied potential regions where FeS forms were 
estimated from the Pourbaix diagram for the Fe-S-H2O system. This allowed the 
electrochemical synthesis of FeS to be studied by the CV technique. It was found that 
the growth rate of the FeS layer increased with decreasing electrolyte pH. The FeS 
produced was identified as mackinawite and its structure showed an increasing 
porosity as the electrolyte’s pH decreased. The optimum conditions for the synthesis 
of mackinawite are pH 11 and -0.5V (NHE), and the mackinawite produced under 
these conditions shows highest purity, therefore only FeS mackinawite synthesized at 
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CHAPTER 4 STUDY OF CO2 ELECTROREDUCTION AT 
METAL SULFIDE ELECTRODES 
 
4.1 Study of CO2 Electroreduction at Synthetic Mackinawite 
(FeS) Electrode 
4.1.1 Voltammetric Measurement 
The FeS electrodes used in this chapter were all prepared from the mackinawite FeS 
synthesized at pH 11 and -0.5V (NHE), as it was shown that these conditions that 
yielded the best quality in terms of composition and purity.  
 
Figure 4.1 presents voltammograms for N2-, CO- or CO2-saturated phosphate buffer 
solutions: (a) N2 and (b) CO, phosphate buffer solution 0.1M K2HPO4+0.1M KH2PO4, 
pH 6.8; (c) CO2, phosphate buffer solution 0.15M K2HPO4+0.05M KH2PO4, pH 6.8 
after equilibration with CO2.  
 
In all of the three tests, the cathodic currents start to arise soon after the initiation of 
the potential sweep. However, the potential for achieving a same current density shift 
to the negative direction in the presence of CO or CO2. For example, the potential for 
achieving a current density of -30mA/cm2 is -1.40V for the N2-saturated phosphate 
buffer, -1.52V for the CO2-saturated buffer, and -1.74V for the CO-saturated buffer. 
This observation suggests that H2 evolution at the FeS electrode is restricted by the 
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presence of CO2 or CO, and CO shows a stronger strength in the restriction behavior. 
It is probably that the CO molecules, saturated in the electrolyte or produced by the 
reduction of CO2 during the negatively going potential sweep, are adsorbed onto the 
FeS electrode and cause the inhibition of H2 evolution. 
 
4.1.2 Raman Spectroscopy 
Surface enhanced Raman spectroscopy (SERS) is a powerful in situ vibrational 
technique for characterizing adsorbates on metal electrodes [1, 2]. Notably, 
intermediates of certain electrocatalytic reactions can be identified in situ in the 
course of electrochemical reactions, thus providing an insight into the reaction 
mechanisms. The aim of this work was to study the behavior of CO adsorption at the 
Figure 4.1 Cathodic voltammograms of pyrite electrode in phosphate buffer at pH 6.8, 
saturated with (a) N2; (b) CO2; (c) CO, at a scan rate of 20mV/s in all of three tests 
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FeS electrode, in an attempt to prove the CO-formation mechanism during CO2 
electroreduction.  
 
4.1.2.1 Background Peaks  
In order to distinguish the background peaks from those caused by the gas adsorption 
activities, a control spectrum (Figure 4.2) was collected from a FeS electrode set in 
the Raman cell in which CO-saturated 0.1M KH2PO4+0.1M K2HPO4 solution was 
filled. The background peaks are caused by the FeS electrode, the phosphate buffer 
solution, the quartz window of the Raman cell and the gasous N2, respectively. Band 
assignments are given below: 
 279cm-1 and 470cm-1 peaks are from the FeS electrode [3, 4].  
 879cm-1, 990cm-1 and 1073cm-1 peaks are from the phosphate buffer solution. 
879cm-1 is due to the symmetric stretching of the two P-OH bonds in H2PO4- ions, 
990cm-1 is assigned to the symmetric stretching of the three P-O bonds in HPO42- 
ions, and 1073cm-1 is attributed to the symmetric stretching of the two P-O bonds 
in H2PO4- ions [5]. 1636-1640cm-1 peak is for the bending vibration of water 
molecules (H2O). 
 The big hump from 300cm-1 to 600cm-1 is caused by the quartz window of the 
Raman cell. 
 A weak peak at 2330cm-1 is due to the symmetric stretch of N2 from the 
atmosphere [6]. 
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4.1.2.2 In situ SERS at a FeS Electrode 
In situ SERS were recorded in order to investigate the adsorption behavior of CO 
molecules at the FeS electrode. The spectra were collected at every 0.3V interval in 
the negative direction from -0.6V to -1.5V and were presented in Figure 4.3. The 
potential was not stepped beyond -1.5V because H2 evolution took place at this 
potential. The H2 gas gathered between the Raman cell window and the electrode 
surface, and it was not able to escape due to the design of the cell, which resulted in 
the failure of collecting subsequent useful spectra from the electrode. 
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Figure 4.2 Control Raman spectrum from the FeS electrode and CO-saturated
0.1M K2HPO4 + 0.1M KH2PO4 solution in the Raman cell. Note that the spectral
resolution of the Raman instrument is ±2.5cm-1 
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Figure 4.3 The potential-dependent in situ Raman spectra of FeS electrode in CO-
saturated 0.1M K2HPO4+ 0.1M KH2PO4 solution (a) -0.6V;(b) -0.9V; (c) -1.2V; (d) 
-1.5V 
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The expectation to observe the CO stretching bands was unsuccessful. There were no 
new Raman bands appearing during the potential excursion. The exact reasons are 
still uncertain, however, a tentative explanation can be made based on the observed 
spectra. From Figure 4.3, it can be seen that the intensities of the FeS stretching bands 
(279cm-1 and 470cm-1) decrease when the electrode potential is scanned towards the 
negative direction. This observation suggests a loss in Raman active sites from the 
FeS electrode during the process of the experiment, possibly due to the loss of the 
deposited Ag, which can be seen from the comparison of FeS electrode sufaces before 
and after Raman experiments (Figure 4.4). This may be the reason behind the absence 
of CO stretching bands. The FeS electrode itself became loosen at the end of the 
experiment, as small cracks were found on the FeS pellet electrode. This could be due 
to the relatively weak adhesion among FeS powder that composed the FeS pellets. 
The looseness of the FeS electrode after its long-time immersion in aqueous solutions 
is probably the reason that causes the loss of Raman active sites. 
 
SERS study was also conducted in CO2-saturated phosphate buffer, and the result was 
negative, too. There was no CO or CO2 stretching bands observed. The reason may be 
the same as the one causing the absence of CO stretching band in the CO-saturated 
buffer, i.e., the loss of Raman active sites during the process of experiments, which is 
due to the low stability of the electrode material. 




4.2 Study of CO2 Electroreduction at Natural Pyrite (FeS2) 
Electrode 
4.2.1 Physical Characterization of Natural Pyrite (FeS2) Electrode 
The n-type pyrite used for the electrochemical study was of Peru origin and has been 
fully characterized in an earlier study [7]. The X-ray diffraction (XRD) and scanning 
electron microscopy (SEM) both indicated that this pyrite was a pure, homogenous 
phase. The XRD from the pyrite shown in Figure 4.5 matched JCPDS-71-1680 for 
pyrite, and the chemical composition from EDX was: Fe 45.93 wt.% and S 54.07 
wt.%, compared with Fe 46.55 wt.% and S 53.45 wt.% for stoichiometric FeS2. 
(a)                                (b)
Figure 4.4 SEM images of the FeS electrode (a) before Raman experiment (with 
Ag deposition); (b) after polarizing at -1.5V.          5µm 




4.2.2 Voltammetric Measurement 
4.2.2.1 Cyclic Voltammetry of Natural Pyrite (FeS2) in Phosphate Buffer 
Figure 4.6 shows the cyclic voltammogram obtained in phosphate buffer (0.1M 
K2HPO4+0.1M KH2PO4, pH 6.8) saturated with N2. It can be seen that the main 
feature in the negative sweep is a reduction peak at -1.55V. Initially it was thought 
that this peak was caused by the reduction of the S22- ions in the natural pyrite lattice 
according to Reaction (4.1) [8], 
FeS2 + H2O + 2e- → FeS + HS- + OH-            (4.1) 
However, this conjecture should have led to the formation of black FeS, which was 
not observed after the negative polarization. Thus further investigations were 
Figure 4.5 XRD pattern of natural pyrite FeS2 
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conducted to identify the source of this peak at -1.55V which are described in this 
section and led the present author believe that the reduction peak at -1.55V can be 
attributed to the reduction and combination of protons to molecular hydrogen, rather 
than the reduction of the natural pyrite itself.  
 
O’Neil et al. [9] and Takehara et al. [10] have both proposed a mechanism in which a 
phosphate ion first reacts with an electron to produce an adsorbed hydrogen atom, 
Hads, which further reacts with another phosphate ion to release H2, according to 
Reaction (4.2) and (4.3). 
H2PO4– + e–→ Had + HPO42–              (4.2) 
Had + H2PO4–+ e–→ H2 ↑+ HPO42–            (4.3) 
In the above process, phosphorous does not go through any oxidation state 
modification, so that the reaction is named “electrochemical deprotonation of 
phosphate”, rather than “reduction of phosphate” [11]. Although both O’Neil and 
Takehara proposed the phosphate deprotonation mechanism based on voltamograms 
at metal electrodes, dropping mercury electrodes (DME) in O’Neil’s work and Pt 
electrodes in Takehara’s work respectively, the present author believes that the same 
mechanism occurs on the semiconductor pyrite. 
 
The anodic peak at -1.01V corresponds to the corrosion reaction of the pyrite 
electrode itself, FeS2 to Fe3+ and SO42–, based on the work of Jaegermann et al. [12].  
FeS2 + 11H2O → Fe3+ + 2SO42– + 16H+ + 15e–          (4.4) 
 
Chapter 4 Study of CO2 Electroreduction at Metal Sulfide Electrodes 
 61
The reverse processes of Reaction (4.2) and (4.3) was not seen on the positive-going 
sweep suggesting that the Hads species may be only short-lived, and Reaction (4.2) is 
the rate limiting step of the deprotonation process. 
 
 
Although the “deprotonation of phosphate” process is not directly related to CO2 
reduction, the main topic of this thesis, it has not previously been observed on any 
semiconductor. Hence it was considered a worthwhile exercise to further investigate 
this process. A series of voltammetric studies were therefore performed to verify the 
above designation for the peaks observed in Figure 4.6.  
 
Voltammetric measurements for natural pyrite were conducted in 0.1M KCl at pH 7.4 
(Figure 4.7). In this phosphate-free environment, there are no cathodic peaks 
Figure 4.6 Cyclic voltammogram of a pyrite electrode in 0.1M K2HPO4+0.1M KH2PO4 
(pH 6.8) saturated with N2 at a scan rate of 20mV/s 
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appearing. This is expected as it was proposed earlier that pyrite was not reduced in 
the experiment potential range, and in the absence of phosphate Reaction (4.2) and 
(4.3) cannot occur. The anodic pyrite oxidation peak shape has the characteristics of a 
surface process (see Section 1.5.2) and can still be observed in 0.1M KCl, confirming 
the designation of it as the oxidation of the pyrite electrode according to Reaction 
(4.4). This peak appears at a slightly more negative potential in the KCl (-1.09V: 
Figure 4.7) than it did in the phosphate buffer (-1.01V: Figure 4.6) as the former 
solution cannot buffer against the local decrease in pH at the electrode’s surface 
expected from Reaction (4.3).   
 
 
Figure 4.7 Cyclic voltammograms of pyrite electrode in stationary N2-saturated 0.1M 
KCl at a scan rate of 20mV/s 
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Cyclic voltammetry of natural pyrite was also conducted in stirred phosphate buffer to 
investigate how increasing the mass transport rate of the solution species influenced 
the cathodic peaks. From the comparison of voltammograms for natural pyrite 
electrodes in phosphate buffer solutions with and without stirring (Figure 4.8a and b), 
it can be noted immediately that the cathodic peak at -1.55V in the stationary solution 
increases in magnitude and shifts to a more negative potential when the solution is 
stirred. Under stirred conditions the cathodic peak appears at -1.69V with a decreased 
current density is -18.12mA/cm2, compared to -1.55V and -10.21mA/cm2 in the 
stationary electrolyte. Therefore this peak is clearly related to the reaction of a 
solution species, most likely the process described by Reaction (4.2) and (4.3), which 
has been defined previously as “deprotonation of phosphate”, rather than the reaction 
of the electrode itself. On the other hand, the single anodic peak occurs in both 
stationary and stirred phosphate solutions at similar potentials, -1.01V in the 
stationary solution and -1.03V in the stirred solution. There was also no significant 
change in the current density of the peak when the solution was stirred, suggesting 
that this peak is due to the oxidation of the pyrite electrode instead of a solution 
species oxidation.  
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To further support the “phosphate deprotonation” mechanism, voltammograms of the 
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Figure 4.8 Cyclic voltammograms of pyrite electrode in N2-saturated 0.1M K2HPO4 
+ 0.1M KH2PO4 (pH 6.8) at a scan rate of 20mV/s, (a) stirred; (b) stationary. 
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recorded (Figure 4.9). The observed reduction peak current densities for different 
concentrations of phosphate buffers are listed in Table 4.1, with the concentration 
dependence of the cathodic peak current density being shown in Figure 4.10. It is 
apparent that the current density of the cathodic peak at about -1.5V is proportional to 
phosphate concentration, i.e. the ratio of peak current densities has a similar value 
with the ratio of concentrations. This is in agreement with the form of the equation for 
the peak current density of an irreversible reaction in stationary solution at 25ºC [13]: 
Ip= -(2.99×105)n(αcnα)1/2co∞Do1/2υ1/2            (4.5) 
where n is the number of electrons transferred in overall electrode reaction, αc is the 
transfer coefficient, nα is the number of electrons transferred up to, and including, the 
rate determining step, co∞ is the bulk concentration of electroactive species, Do is the 
diffusion coefficient of electroactive species and υ is the scan rate.  
 
Cathodic peak current densities were estimated according to Eq. (4.5), and are 
presented in Table 4.1. In the present voltammetric measurements the scan rate υ is 
20mV/s. It has been discussed in Section 4.2.2.1 that the overall cathodic process 
takes place in two steps, 
H2PO4– + e–→ Had + HPO42–              (4.2) 
Had + H2PO4–+ e–→ H2 ↑+ HPO42–            (4.3) 
and Reaction (4.2) is the rate limiting step, so that n and nα have the values of 2 and 1 
respectively. Normally αc approximately equals to 0.5 [13], and D for H2PO4– ions 
generally has the value of 0.5×10-5 cm2s-1 [14]. 
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It can be seen that the observed values of cathodic peak current densities are in 
reasonable agreement with the estimated ones (Table 4.1). Some disagreement was 
expected as the empiric values of αc and D may vary from system to system. However, 
for the same reaction in aqueous solutions, those constants are expected to be 
independent of the solution’s concentration, so that the observation that the increase 
in the cathodic peak current density is proportional to the increase in the concentration 
of the electroactive species again ascertains the relationship between phosphate ions 









Figure 4.9 Voltammograms of pyrite electrode in different concentration of K2HPO4+ 
KH2PO4 buffer saturated with N2 at a scan rate of 20mV/s, (a) 0.025M + 0.025M ; (b) 
0.05M +0.05M; (c) 0.1 M +0.1M.  
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Table 4.1 Dependence of the cathodic peak current density on the concentration of 
phosphate buffer. Observed cathodic peak current densities were read from 
voltammograms in Figure 4.9, and estimated cathodic peak current densities were 
calculated according to Eq. (4.5). 
 
Conc. (mol/l K2HPO4 + 
mol/l KH2PO4) 
Observed Cathodic Peak 
Current Density (mA/cm2) 
Estimated Cathodic Peak 
Current Density (mA/cm2) 
0.025+0.025 2.51 3.33 
0.05+0.05 4.77 6.65 




The anodic peak at about -1.0V also showed a concentration dependence in its peak 
current density, though to a much lesser extent (Figure 4.9). This was somewhat 
unexpected. A tentative explanation is that as the concentration of the electrolyte 
decreases, the quantity of ions which are responsible for the delivery of charges 
becomes less (ohmic drop), resulting in the decrease in peak current densities.  
Figure 4.10 Dependence of the observed cathodic peak current density on the 
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Both the anodic and cathodic peaks shift towards the positive direction slightly when 
the concentration of the phosphate buffer declines. Since the current reaches the 
highest value when the surface concentration of the reactant approaches zero, due to 
the consumption of the reactant by the redox reaction [13], the depletion of H2PO4– 
ions, Reaction (4.2) and (4.3), occurs earlier (at more positive potentials) in less 
concentrated solutions, and a positive shifting of the cathodic peak is expected. For 
the anodic peak, as the oxidation reaction, Reaction (4.4), is pH dependent, the 
positive peak shifting may be because of a local change of the solution pH at the 
electrode interface. In the first half potential scan (negatively going), the cathodic 
process consumes H2PO4– ions according to Reaction (4.2) and (4.3), and this process 
displaces the equilibrium of the phosphate buffer 
H2PO4– HPO42– + H+              (4.6) 
to the left hand side. So that the local pH at the electrode interface is increased due to 
the insufficient buffer capacity caused by the decrease in solution concentration. 
 
4.2.2.2 Cathodic Behavior of Natural Pyrite (FeS2) in Different Gas-saturated 
Phosphate Buffers   
Figure 4.11 presents voltammograms for N2-, CO- and CO2-saturated phosphate 
buffer solutions (0.1M K2HPO4+0.1M KH2PO4, pH 6.8 for N2 and CO; 0.15M 
K2HPO4+0.05M KH2PO4 for CO2, pH 6.8 after equilibration with CO2). The cathodic 
peak, due to phosphate deprotonation in the N2-saturated solution, is severly 
suppressed in the presence of CO and CO2. Peigen et al. [15] reported that adsorbed 
CO at platinum electrode prevents to a large extent the electrooxidation of formic acid. 
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It is then likely that CO adsorbed at pyrite electrode surface in the present system, 
inhibiting the phosphate deprotonation reaction and interfering with the H2 evolution 
that follows the deprotonation. Kim et al. [16] proposed that CO seemed to be an 
intermediate during the reduction of CO2. Hori et al. proved this hypothesis and 
concluded that CO was initially produced and then further reduced to hydrocarbons 
and alcohols at Cu electrodes [17]. Hori et al. also found CO formation from 
electroreduction of CO2 at Au and Ag electrodes [18]. Thus for the CO2-saturated 
phosphate buffer in the present experiment, CO is believed to be produced by the 




Figure 4.11 Cathodic voltammograms of pyrite electrode in phosphate buffer at pH 6.8, 
saturated with (a) N2; (b) CO2; (c) CO, at a scan rate of 20mV/s in all of three tests 
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The strength of adsorption of CO on the pyrite was studied using a voltammetric 
method. Voltammograms were first recorded in N2-saturated phosphate buffer, and 
then CO or CO2 was introduced. After the negative directed scan in CO- or 
CO2-saturated solutions, the potential was held at -1.0V (onset of phosphate 
deprotonation) [16] and N2 purging was again conducted. It can be seen from Figures 
4.12 and 4.13 that after the introduction of CO or CO2, the cathodic peak 
corresponding to phosphate deprotonation was suppressed in both cases, which 
suggests the coverage of pyrite surface by other adsorbates instead of phosphate ions, 
which is believed to be adsorbed CO in both cases.  
 
On re-purging with N2, the observation in the behavior of the pyrite previously 
exposed to CO or CO2 is consistent with the assumption that adsorbed CO is an 
intermediate product during the reduction of CO2, as the replacement voltammogram 
from the CO2-saturated solution is smiliar to that of CO-saturated solution. The 
voltammogram for the CO replacement test was located somewhere between the N2- 
and CO-saturated voltammograms, indicating only partial desorption of CO from the 
pyrite surface. Likewise, the voltammogram recorded after CO2 replacement was also 
between the N2- and CO2-saturated voltammograms, however this time the 
reoccurrence of the phosphate deprotonation peak at about -1.5V could be observed. 
This behavior may arise from the lower CO coverage formed from the reduction of 
CO2 than that from the CO-saturated phosphate buffer.  




Figure 4.12 Cathodic voltammogram of pyrite electrode in 0.1M K2HPO4+0.1M 
KH2PO4 at a scan rate of 20mV/s, (a) N2-saturated; (b) CO-saturated; (c) CO was 
replaced by N2 
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Figure 4.13 Cathodic voltammogram of pyrite electrode in 0.15M K2HPO4+0.05M 
KH2PO4 at a scan rate of 20mV/s,(a) N2-saturated; (b) CO2-saturated; (c) CO2 was 
replaced by N2 
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4.2.3 Raman Spectroscopy 
In situ SERS was used in an attempt to prove that adsorbed CO is an intermediate in 
the course of the electroreduction of CO2 at pyrite electrodes. 
 
4.2.3.1 Background Peaks  
It is always necessary to conduct a control experiment prior to in situ SERS 
experiments so as to distinguish the background peaks from those caused by the gas 
adsorption activities. A control spectrum (Figure 4.14) was collected from a natural 
pyrite (FeS2) electrode in the CO-saturated 0.1M KH2PO4+0.1M K2HPO4 solution 
and under open circuit potential. The pyrite electrode, the phosphate buffer solution, 
the quartz window of the Raman cell and the gaseous N2 all give their characteristic 
background peaks. Band assignments are given below: 
 343cm-1, 379cm-1 and 431cm-1 peaks are from the pyrite electrode. 343cm-1 is due 
to the in-phase stretching of the sulfur pairs of the pyrite, 379cm-1 is assigned to 
the displacement of the S atom perpendicular to the S-S bond axis and 431cm-1 is 
attributed to a combination of various vibronic stretches [19-23].  
 880cm-1, 991cm-1 and 1074cm-1 peaks are from the phosphate buffer solution (see 
Section 4.1.2.1) [6]. 1636-1640cm-1 peak is for the bending vibration of water 
molecules (H2O). 
 The big hump from 300cm-1 to 600cm-1 is caused by the quartz window of the 
Raman cell. 
 A weak peak at 2330cm-1 is due to the symmetric stretch of N2 from the 
atmosphere [7]. 
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4.2.3.2 Raman Spectra of CO Adsorption at a Natural Pyrite (FeS2) Electrode  
Figure 4.15 shows a set of potential-dependent SERS from a pyrite electrode in 
CO-saturated 0.1M KH2PO4+0.1M K2HPO4 solution. The in situ Raman spectra were 
recorded at every 0.2V interval in the negative direction from -0.8V to -1.4V (see 
Section 2.5 for experimental steps). For convenience of comparison, Raman spectra of 
the interested wavenumber region 1800-2300cm-1 are stacked upward toward 
decreasing potential in Figure 4.16. 
 
Figure 4.14 Control Raman spectrum from natural pyrite (FeS2) electrode and 
CO-saturated 0.1M K2HPO4 + 0.1M KH2PO4 solution in the Raman cell. Note that the 
spectral resolution of the Raman instrument is ±2.5cm-1 



































Chapter 4 Study of CO2 Electroreduction at Metal Sulfide Electrodes 
 74
                                       Wavenumber (cm-1) 
 
Figure 4.15 The potential-dependent in situ Raman spectra of pyrite electrode in 
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At -0.8V, only the Raman peaks for the pyrite electrode, phosphate solution and 
quartz window were observed (Figure 4.15a). In other words, no new Raman peaks 
appeared except the background peaks. This indicates that the CO in the electrolyte 
does not adsorb on the pyrite surface at -0.8V. 
 
At -1.0V, a broad new Raman peak centralized at 2080cm-1 appeared (Figure 4.15b 
and Figure 4.16c). As Raman spectra of adsorbed CO at different metals have all 
shown a peak for C-O stretching vibration in the wavenumber region of 
1900-2150cm-1, such as 2090cm-1 at Cu [24], 1896-1940cm-1 at Ag [25], 
2055-2080cm-1 at Pt [26], about 2142cm-1 at Cu-Zr alloy [27]. This 2080cm-1 band 
can be attributed to the stretching of the CO adsorbed on the pyrite surface, which is 
the first time it has been reported at a semiconductor interface. As the C atom is the 
positive end of the CO dipole, CO molecules may be adsorbed to the electrode by the 
formation of bonds between C atoms and the negatively charged electrode. The 
vibration frequency of free CO in solution is 2143 cm-1 and the shift in its position 
upon adsorption is due to part of the electron density between the C and O atoms 
being transferred to the substrate, thus the magnitude of this shift is related to the 
strength of adsorption. Thus the 2080cm-1 wavenumber of the CO stretching band on 
the pyrite suggests that the adsorption strength is strong than on copper but weaker 
than on platinum.  
 
When the potential reached -1.2V, the CO stretching band at about 2080cm-1 became 
slightly stronger in intensity, and its peak position shifted to a higher wavenumber 
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(Figure 4.16c and Figure 4.16d). The peak shifting is not very apparent from the 
direct comparison between Raman spectra under the two different potentials (-1.0V 
and -1.2V respectively). It is more visible if the spectrum of -1.0V is subtracted from 
the spectrum of -1.2V; as such species that are stronger at -1.2V result in upward 
pointing bands whilst downward pointing bands are from vibrations more prevalent at 
-1.0V (Figure 4.17). From Figure 4.17, it can be seen that the peak position of the CO 
stretching band shifted to higher wavenumbers when the pyrite electrode was 
polarized at -1.2V, representing a decrease in adsorption strength. The increase of the 
peak density can be related to the higher CO coverage at the electrode surface, as 
more CO molecules are adsorbed under more negative potentials. Meanwhile, since 
the negatively polarized electrode and electrons of adsorbed CO molecules repel each 
other, the electron density between C and O is increased, which causes an increased 
extent in the C-O bond stretching and hence an increase stretching frequency 
(wavenumber). This may explain the blueshift of the CO stretching band. 
 
Raman peaks for the FeS2-CO vibration were expected to occur at the wavenumber 
range of 300-600cm-1, however, no salient peaks for this vibration were detected 
because the Raman peaks for quartz window and the pyrite electrode unfortunately 
overlap with and dominate this region.  
 
As the potential reached -1.4V (Figure 4.15d), no valuable information was obtained 
because H2 evolved at this potential and the resultant bubbles destroyed the Raman 
spectrum (see Section 4.1.2.2).  




Figure 4.16 The partially enlarged potential-dependent in situ Raman spectra of 
pyrite electrode in CO-saturated 0.1M K2HPO4+ 0.1M KH2PO4 solution (a) control 
spectrum;(b) -0.8V; (c) -1.0V; (d) -1.2V 


















Figure 4.17 Subtractively normalized difference spectrum between -1.0V and 
-1.2V. (Subtraction of Figure 4.16c from 4.16d 













W avenum ber (cm -1)
Chapter 4 Study of CO2 Electroreduction at Metal Sulfide Electrodes 
 78
4.2.3.3 Raman Spectra of CO Adsorption at a Natural Pyrite (FeS2) Electrode 
during CO2 Electroreduction 
In situ Raman spectra were also obtained from the CO2-saturated phosphate buffer in 
order to study the mechanism of CO2 reduction at the pyrite electrode.  
 
As the concentration of the phosphate buffer (0.15M K2HPO4+0.05M KH2PO4) for 
saturating CO2 was different from that for saturating CO (0.1M K2HPO4+0.1M 
KH2PO4), another control spectrum (Figure 4.18) was collected from a pyrite 
electrode in the CO2-saturated 0.15M K2HPO4 + 0.05M KH2PO4 solution and under 
open circuit potential. Band assignments are given below: 
 343cm-1, 379cm-1 and 431cm-1 peaks are from the pyrite electrode. The 
assignments of these three peaks are the same as those obtained from the 
N2-saturated phosphate buffer (see Section 4.2.3.1). 
 880cm-1, 991cm-1 and 1074cm-1 peaks are from the phosphate buffer solution. 
The peaks positions are identical to those from the CO-saturated phosphate buffer 
(see Section 4.2.3.1), so that the three peaks are attributed to the symmetric 
stretching of the two P-OH bonds in H2PO4- ions , the three P-O bonds in HPO42- 
ions , and the two P-O
 
bonds in H2PO4- ions respectively, too. However, different 
relative intensities were observed. For the CO-saturated 0.1M K2HPO4+0.1M 
KH2PO4 solution, the 991cm-1 peak (from HPO42- ions) is the strongest among the 
three peaks, whereas for the CO2- saturated 0.15M K2HPO4+0.05M KH2PO4 
solution, the 991cm-1 peak becomes the weakest. This can be explained as 
follows:  
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 The introduction of CO2 releases protons by the reaction: 
 CO2 + H2O → HCO3– + H+             (4.7) 
 and the protons displaces the equilibrium  
 H2PO4– HPO42– + H+             (4.6)  
 to the left hand side. So that the 991cm-1 peak which is caused by the HPO42-   
 ions loses its intensity due to the quantity decrease of the HPO42- ions, whilst the 
 intensities of 880 and 1074 cm-1 peaks associated with H2PO4- increase. 
 1640cm-1 peak is for the bending vibration of water molecules (H2O), the broad 
hump from 300cm-1 to 600cm-1 is caused by the quartz window and a very weak 
peak at 2330cm-1 is due to the symmetric stretching of gaseous N2 from 
atmosphere. 
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Figure 4.19 shows the in situ Raman spectra collected during CO2 reduction at a 
pyrite electrode in 0.15M K2HPO4+0.05M KH2PO4 solution. The starting potential 
was -0.8V and the electrode potential was then altered to negative values in a staircase 
fashion with 0.2V increments. For convenience of comparison, Raman spectra of the 
interested wavenumber region 1800-2300cm-1 are stacked upward toward decreasing 





Figure 4.18 Control Raman spectrum from pyrite electrode and CO2-saturated 0.15M 
K2HPO4+ 0.05M KH2PO4 solution in the Raman cell. Note that the spectral 
resolution of the Raman instrument is ±2.5cm-1 
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Figure 4.19 The potential-dependent in situ Raman spectra of pyrite electrode in 
CO2-saturated 0.15M K2HPO4+ 0.05M KH2PO4 solution (a) -0.8V;(b) -1.0V; (c) 
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The Raman spectrum at -0.8V (Figure 4.19a) was similar to the control one, 
indicating that no new substances are produced at this potential.  
 
As the potential reached -1.0V, a broad and weak band arose, centralizing at about 
2080cm-1 (Figure 4.19b and Figure 4.20c). This observation is similar to the Raman 
study for the CO-saturated phosphate buffer, suggesting that the CO2 it is the CO 
molecules produced by the CO2 reduction that give rise to this 2080cm-1 peak.  
 
When the electrode was polarized at -1.2V, the 2080cm-1 peak increased in intensity 
and shifted to a higher wavenumber, 2206cm-1 (Figure 4.19c and Figure 4.20d). The 
subtraction between Raman spectra under -1.2V and -1.0V (Figure 4.21) illustrates 
this blueshift quite apparent. The C-O stretching band shifted to higher wavenumber 
at -1.2V. The intensity increasing and the peak shifting of the 2080cm-1 band are 
analogous to the corresponding band observed in the CO-saturated electrolyte, thus 
the behavior of the adsorbed molecules behind this observation may be similar as 
proposed for the CO adsorption study (see Section 4.2.3.2). The more negative 
potential further reduced CO2 and produced more CO molecules, thus the increase in 
the quantity of CO leads to the enhancement of the 2080cm-1 peak, and the stronger 
repellence between the electrode and the electrons of the adsorbed CO results in the 
blueshift of the 2080cm-1 peak. 
 
The potential excursion was not able to go beyond -1.4V due to the evolution and 
accumulation of H2 bubbles. 
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Figure 4.20 The partially enlarged potential-dependent in situ Raman spectra of 
pyrite electrode in CO2-saturated 0.15M K2HPO4+ 0.05M KH2PO4 solution (a) 
control spectrum;(b) -0.8V; (c) -1.0V; (d) -1.2V 
 


















Figure 4.21 Subtractively normalized difference spectrum between -1.0V and -1.2V. 
(Subtraction of Figure 4.20c from 4.20d) 
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CHAPTER 5 CONCLUSION 
 
 
Electrochemical reduction of CO2 has attracted great interests for both economic and 
scientific sakes. The economic aspect comes from the aspiration to have 
environmental friendly fuel via the production of methanol or ethanol by the reduction 
of CO2 or CO. The scientific attention stems from the new theories, proposed by 
Wächtershäuser and named as “Iron Sulfur World Theory”, which claim that the 
reduction of carbon dioxide at iron sulfide is at the very heart of the origins of life. In 
this work focus was predominately on the area of scientific interest. The mechanism 
of CO2 electroreduction at metal sulfides, including electrochemically grown FeS and 
natural pyrite (FeS2), was studied by cyclic voltammetry and in situ Raman 
spectroscopy.  
 
The work for this thesis consisted of mainly two parts. In the first part, the process of 
electrochemically synthesizing FeS was studied. The main conclusions from this part 
were: 
 The onset potential for the formation of the FeS layer at Fe electrodes shiftsed 
toward the negative direction with decreasing electrolyte pH. 
 Structures of FeS deposits showed an increasing porosity with reducing 
electrolyte pH. The formation rate of FeS deposit also increased with the 
decreasing electrolyte pH. 
 FeS formed at pH 9 and 10 contained impurities for the electrolye, while FeS 
produced at pH 12 had impurities from the electrode. 
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 The optimal conditions for preparation of FeS were pH 11 and -0.5V (NHE). 
 
The second part involved investigating the mechanism of CO2 electroreduction at FeS 
and natural pyrite (FeS2) electrodes by using cyclic voltammetry and in situ Raman 
spectroscopy. This represented the first study of CO2 reduction at metal sulfides 
semiconductor electrodes. The major findings were: 
 
At FeS (mackinawite) electrode 
 Voltammograms from FeS electrodes illustrated the suppression of H2 evolution 
in the presence of CO or CO2. The fact that CO showed stronger restriction 
ability suggests the formation of adsorbed CO intermediate during the 
electroreduction of CO2.  
 In situ Raman study did not lead to a confirmation of the CO-formation 
mechanism, as the characteristic CO stretching peak was not observed, even with 
the effort of enhancing the Raman signal by depositing a discontinuous layer of 
silver. However, the existence of CO adsorption at FeS electrodes cannot be 
eliminated, as the absence of CO stretching band may be due to the lost of the Ag 
needed to enhance the Raman signal during the experiments which was caused by 
the low stability of the FeS electrode itself. 
 
At FeS2 (natural pyrite) electrode 
 A cathodic peak observed only in phosphate solution at -1.5V (NHE) was 
designated to a phosphate deprotonation process, with current density of the peak 
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showing a proportional dependence on the concentration of the phosphate 
electrolyte. This is the first time that the phosphate deprotontation process is 
observed at a semiconductor electrode. 
 CO2 was reduced at FeS2 electrodes through a step of CO formation; 
CO2-saturated solution was found to inhibit the adsorption of phosphate ions to a 
less extant than the CO-saturated solution. 
 In situ Raman spectroscopy supported above proposal. In the CO-saturated 
solution, a broad peak at 2080cm-1 was observed at -1.0V (NHE), and this peak 
was designated to the C-O stretching vibration. CO molecules may be adsorbed to 
the electrode by the formation of bonds between C atoms and the electrode. The 
2080cm-1 peak increaseed in the intensity and shifted to higher wavenumber 
when the electrode was polarized at -1.2V (NHE). The increase of the peak 
intensity can be related to the higher CO coverage at the electrode surface. 
Likewise, the more negatively the electrode was charged, the more the electron 
cloud was repelled to the C-O bond, which causeed an increased extent in the 
C-O bond stretching and hence an increase stretching frequency (wavenumber). 
 Raman spectra collected in the CO2-saturated solution were similar to those in the 
CO-saturated solution, implying that adsorbed CO may be produced in the 
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CHAPTER 6 FUTURE WORK 
 
 
Although the current work has obtained some information about the mechanism of 
CO2 electroreduction at FeS and FeS2 electrodes, the thorough understand of this 
process still remains insufficiently investigated. 
 
In order to get a clearer picture about the mechanism of CO2 reduction at FeS 
electrodes, there is a need to overcome the low stability of the FeS pellet electrode. To 
prevent the lost of the Ag which is needed to enhance the Raman signal, more work 
should be carried out to improve the adhesion of the electrochemically grown FeS 
powder, for example, certain bonding additives could be added into the FeS powder, 
and a series of tests on the properties of the FeS pellet would be needed to determine 
the percentage of the additive required to achieve adhesion with a significant 
degradation in electronic properties. 
 
Future work should focus on the electroreduction of CO2 or CO at both FeS and FeS2 
electrodes, as the full scheme of the CO2 or CO reduction path ways could not be 
obtained without the analysis of the reduction product. Gas or liquid chromatography 
would be a suitable candidate for the purpose of product analysis. 
 
The ultimate goal of this project is to test the possibility of the cathode reduction of 
CO2 or CO at metal sulfides and the resulting formation of organic substance under 
model conditions simulating natural hydrothermal systems, in an attempt to support 
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the “Iron Sulfur World” theory which claims that the origin of life may lie in the 
formation of precursor chemicals of living cells at magmatic exhalations of volcano 
and hydrothermal vents. An autoclave would be serving as the reaction container for 
the electrochemical reduction experiments. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
